Department of Biochemi8try, Univer8ity College, London (Received 26 March 1954) A considerable body of evidence exists indicating that the magnesium salts of many divalent acids such as sulphate (Jones & Monk, 1952) , malonate (Evans & Monk, 1952) , orthophosphate (Greenwald, Redish & Kibrick, 1940) , glycerol 1-phosphate (Tabor & Hastings, 1943) and glucose 1-phosphate (Trevelyan, Mann & Harrison, 1952) are incompletely dissociated in aqueous solution. Only in the cases of magnesium sulphate and magnesium malonate have the thermodynamic dissociations been measured at several temperatures and the thermodynamic quantities associated with the dissociations calculated. As magnesium is known to activate a number of enzyme systems concerned with phosphate metabolism, it is of interest to obtain detailed information about the dissociations of the magnesium salts of those phosphoric acids for which the thermodynamic acid dissociation constants are known. THEORY Jones & Monk (1952) have pointed out that the addition ofmagnesium or other salts ofincompletely dissociated acids to cells without liquid junction of the type Pt, H21 HCI I AgCl, Ag will yield information concerning the dissociation of these salts. Accordingly phosphate or phosphate ester buffers containing MgCl, were examined potentiometrically in cells without liquid junction of the type Pt, H2 (1 atm.) MHA (ma).M2A (mb). MgCl2(m8) AgCl. Ag, where M is an alkali metal.
The e.m.f. of such a cell is given by 2-3026RT E = Eo-F log +acCl-
F From this equation in terms of molalities and the approximation for the activity coefficients proposed by Guntelberg (1926) , the use of which has been discussed previously (Ashby, Crook & Datta, 1954a) we have:
log mH+ =-2EAI F log Mc-+ 2+It (2) This equation, together with equation (3), the expression for the dissociation constant Ka of the acid HA-:
-log Ka= -log m ++.MAI 4AIt (3) Mx,.-+1+1 * Present address, Medical Unit, University College Hospital Medical School.
gives log mAa_ = log Ka + log m_ + 2 3026RT 2A11 + log Mr 2A+ (4) where _ = ma-mH+, mm+ = ma + 2mb, mm-= 2m,, and since undissociated MgA is formed f?iMg2+ = m8-mb + MH+ + mAL hence I = ma-mb + 3m8 -2mn+ + 4m,,._-.
(5) It is apparent that equation (4) can be solved for MA.L only by using an approximate value for I; the value of mA._ thus obtained is used in equation (5), and the new value of I is used in equation (4) The right-hand side of equation (6), designated by y, is plotted against I and gives a straight line of slope P; the intercept at I = 0, giving -log K8, is obtained by the method of least squares. The values of -log K8 at different temperatures vary with the absolute temperature according to the equation of Harned & Robinson (1940) , -log K.=A/T-D+CT.
The thermodynamic quantities associated with the dissociation can be calculated from the constants of equation (7).
It will have been noticed in the above treatment that the possibility ofthe formation ofundissociated complexes of the type MgHA+ or Mg(HA)2 is 1-002m-HCI (mi.) Laboratory. The resistance at the triple point of water was frequently checked. Carbonate-free NaOH was prepared from a saturated solution of washed AnalaR NaOH pellets in water which was suitably diluted with CO2-free conductivity water in an apparatus which allowed the dilution to be made in an atmosphere of N2, free from CO2. The NaOH solution was standardized on both the molar and the molal scales by volumetric and weight titrations with accurately diluted constant-boiling HC1 which had itself been checked gravimetrically.
HCI, approx. 1M, was prepared from redistilled approx. 5M-HCI (AnalaR) and standardized by titration with the standard NaOH.
AnalaR KH2PO4 was recrystallized 3 times from conductivity water and dried in vacuo at 1000.
MgCl2 solutions were prepared from AnalaR MgCl,2 5H2O and standardized on the molal scale by gravimetric chloride estimations which agreed to within 0-1 %. MgC12 solutions of known molar concentrations were prepared by weighing out the required amount of solution of known molality and making up to volume.
The titration curves (Figs. 1 and 2) were obtained with a glass electrode (Doran Instrument Co. Alkaglass electrode) and an Ag-AgCl electrode in saturated KCI as a reference using a saturated KCI bridge. The electrode assembly was standardized with 0-05M potassium hydrogen phthalate (British Standards Institution (1950 ) 1647 . All solutions for the titration curves were prepared in grade A volumetric apparatus and the HCI was added from a 10 ml. burette. The e.m.f. of the glass electrode assembly was measured with a Tinsley Vernier potentiometer (H. Tinsley and Co., London, S.E. 26) using an electrometer valve impedance converter.
RESULTS
The measured e.m.f.'s, together with the values ofthe molalities of the various ionic species and the values of y (equation 6), are given in Tables 2-4 . The extrapolated values of -log K, at infinite dilution, together with the values calculated from equation (7), are given in Table 5 . The values of the constants A, C and D of equation (7), together with the minimum pK, values and the temperatures at which they occur, are given in Table 6 . Where two sets of dilutions were done for one substance, the values of A, C and D are derived from the mean values of the coefficients of the polynomials used for fitting the curves through the points. In both cases there was no significant difference between the two sets of values.
It will be observed that the standard deviations of -log K, are considerably larger than those of -log Ka for the ester phosphates (Ashby, Crook & Datta, 1954b; Ashby, Clarke, Crook & Datta, in preparation) , although the solutions were prepared and the e.m.f. measurements made with the same high degree of accuracy. The reason for this is that in the measurement of the acid dissociation constants the e.m.f. enters only into the value oflog mH+ and in the case of the first dissociation into log MHA- In Table 8 are collected values for the dissociation constants of the magnesium salts studied in this work and some others which may be of interest to biochemists. The thermodynamic quantities associated with the dissociations of these magnesium salts are given in Table 7 . The methods of calculating the standard deviations of -log K, and of the thermodynamic quantities have been described previously (Please, 1954) .
DISCUSSION
The results given in Table 8 show that the magnesium salts of glucose 1-phosphoric acid and glycerol 2-phosphoric acid are very similar in their dissociation constants; MgHPO4 has a somewhat lower dissociation constant. Magnesium sulphate and magnesium malonate dissociate to much the same extent as the three magnesium phosphates. The values of -log K, of both MgHPO4 and magnesium glucose 1-phosphate calculated from the results of Trevelyan et al. (1952) are larger than those found in this work. This may be due in part to their use of magnesium sulphate as a source of Mg2+, the erroneous assumption being made that this salt is fully dissociated. From the known value of the dissociation constant of magnesium sulphate, it may be calculated that in the experiments of Trevelyan et al. (1952) , where the concentration of CH3. CHO + C02 + 2H+ + 2Ce3+, and they made this reaction the basis of a method for the estimation of lactic acid. The reaction was carried out at 500 and the acetaldehyde so formed was removed by a stream of nitrogen, trapped in bisulphite and estimated iodometrically in the usual way. The advantages claimed for this procedure were simplicity and the fact that very few compounds gave rise to volatile aldehydes under the experimental conditions recommended by the authors. Glucose in particular did not interfere and a preliminary treatment of glucose-containing test solutions with the copper-lime reagent was not considered necessary.
In its essentials the method devised by Long (1946) was similar to that of Gordon & Quastel (1939) . He showed, however, that ceric sulphate oxidizes acetaldehyde to acetic acid; but in spite of this he was able to obtain good yields of acetaldehyde from lactic acid by aerating very rapidly, thus removing the acetaldehyde almost as fast as it was formed. The aeration rate recommended was 500 ml. air/min. as compared with the three to four bubbles nitrogen/sec. advised by Gordon & Quastel. Winnick (1942) carried out the reaction in Conway vessels with bisulphite in the central chamber to trap the acetaldehyde and incubated for 2 hr. at 50°. His method was modified by Conway (1950) , who carried out the oxidation in stoppered test tubes. After 30 min. incubation at 370, he transferred 1 ml. samples of the reaction mixture to diffusion vessels where the acetaldehyde was trapped in bisulphite placed in the centre chamber.
In view of the widely divergent conditions recommended by the various authors, it seemed desirable, before using any of the ceric sulphate methods, to examine the various steps in the procedure further. The results of these investigations are given below.
EXPERIMENTAL AND RESULTS
Factor8 influencing the oxidation of lactic acid by ceric 8ulphate
Effect of ceric sulphate concentration and temperature on the velocity of the reaction. Since carbon dioxide is one of the products ofthe reaction, Warburg manometers were used to study the effect of both temperature and concentration of ceric sulphate on the velocity of the reaction. The reaction was carried out in N sulphuric acid and 0*2 ml. lithium lactate solution in N sulphuric acid was added from the side
